Abstract. Dimethyl ether (DME) has been proposed to be a promising alternative to conventional diesel fuel because of its favorable compression ignition property (high cetane number) and its soot-free combustion. A radical chain mechanism for hydrocarbon autoignition has been proposed for DME at low temperatures. In this mechanism, the chain initiation step consists of DME undergoing hydrogen abstraction by a highly reactive species (typically ⋅OH). The CH 3 O ⋅ CH 2 created in the initiation step then combines with O 2 ; the subsequent CH 3 OCH 2 OO⋅ radical is involved in a Lindemann-type mechanism, which can lead to the production of formaldehyde (CH 2 = O) and ⋅OH. This concludes the chain-propagating step: the one ⋅OH produced then sustains the chain-reaction by creating another CH 3 O ⋅ CH 2 . A relatively stable intermediate (⋅CH 2 OCH 2 OOH), formed via isomerization of CH 3 OCH 2 OO⋅ in the chain-propagation step, can combine with a second O 2 to produce a radical (⋅OOCH 2 OCH 2 OOH) that can potentially decompose into two ⋅OH radical (and other products). This path leads to chain-branching and an exponential increase in the rate of DME oxidation. We have used spin-polarized density functional theory with the Becke-3-parameter Lee-Parr-Yang exchange-correlation functional to calculate the structures and energies of key reactants, intermediates, and products involved in (and competing with) the chain-propagating and chain-branching steps of low-temperature DME oxidation. In this article, Part I, we consider only the chain-propagation mechanism and its competing mechanisms for DME combustion. Here, we show that only certain conformers can undergo the isomerization to ⋅CH 2 OCH 2 OOH. A new transition state has been discovered for the disproportionation reaction ⋅CH 2 OCH 2 OOH → 2CH 2 O + ⋅OH in the chain-propagating step of DME autoignition that is much lower than previous barriers. The key to making this decomposition pathway facile is initial cleavage of the O-O rather than the C-O bond. This renders all transition states along the chain-propagation potential energy surface below the CH 3 O ⋅ CH 2 + O 2 reactants. In contrast with the more well-studied CH 3 ⋅ CH 2 (ethyl radical) + O 2 system, the H-transfer isomerization of CH 3 OCH 2 OO⋅ to ⋅CH 2 OCH 2 OOH in low-temperature DME oxidation has a much lower activation energy. This is most likely due to the larger ring strain of the analogous transition state in ethane oxidation, which is a five-membered ring opposed to a six-membered ring in dimethyl ether oxidation. Thus low-temperature ethane oxidation is much less likely to form the ⋅ROOH (where R is a generic group) radicals necessary for chain-branching, which leads to autoignition. Three competing reactions are considered: CH 3 O ⋅ CH 2 → CH 2 O + ⋅CH 3 ; ⋅CH 2 OCH 2 OOH → 1,3-dioxetane + ⋅OH; and ⋅CH 2 OCH 2 OOH → ethylene oxide + HOO⋅. The reaction barriers of all these competing paths are much higher in energy (7-10 kcal/mol) than the reactants CH 3 O ⋅ CH 2 + O 2 and, therefore, are unlikely low-temperature paths. Interestingly, an analysis of the highest occupied molecular orbital along the CH 3 O ⋅ CH 2 decomposition path shows that electronically excited ( 1 A 2 or 3 A 2 ) CH 2 O can form; this can also be shown for ⋅CH 2 OCH 2 OOH, which forms two formaldehyde molecules. This may explain the luminosity of DME's low-temperature flames.
INTRODUCTION
Recent standards set by the U.S. Environmental Protection Agency (EPA) mandate that heavy-duty vehicles (buses and large trucks) meet a 90% reduction in particulate matter (PM), a 95% reduction in NO x , and a 97% reduction in sulfur emissions by 2007 (from the 1998 standards currently in place).
1 Thus there is a need for bus and large truck manufacturers to find means of reducing diesel emissions. One solution is to replace the conventional diesel fuel (comprised of long-chain hydrocarbons, typically C 16 -C 20 ) with an alternative cleanburning fuel (e.g., ethanol, methane, propane, dimethyl ether, etc.). Dimethyl ether (DME) is particularly promising. DME readily compression-ignites; that is, it has a high cetane number (or compression ignition index) >60, which is comparable to that of conventional diesel fuel. DME produces little soot at relatively low temperatures, thereby avoiding what is known as the NO x /soot "trade-off" problem with conventional diesel fuel. In particular, conventional diesel fuel combustion produces NO x emissions at high temperatures and soot emission at low temperatures. DME, unlike conventional diesel fuel, can be burned at relatively low temperatures (<1000 K) without soot emission. DME is an "oxygenated" fuel, and the lack of carbon-carbon bonds is said to inhibit soot formation. 2 These chemical properties are unique to DME; other ethers, such as methyl tert-butyl ether (MTBE), are used as octane enhancing additives (i.e., autoignition suppressors) in gasoline to prevent "knock". Other benefits of DME include low toxicity, the existence of a recently-devised one-step synthesis process from natural gas or syngas (similar to methanol synthesis), 3, 4 and the existence of similar technology, liquid petroleum gas (LPG), which can be applied in the containment and delivery of DME. 4 In an internal combustion engine employing the diesel cycle, the fuel is injected toward the end of the rapid compression stroke and must ignite given only the ambient temperature and pressure conditions of adiabatically compressed air. 5 If we assume that air is roughly composed of an ideal diatomic gas (C v = 5 -2 R), an adiabatic compression of this gas from 1 -14 to 1 -25 of its initial volume at atmospheric pressure and roomtemperature will yield pressures from 40-91 atm and temperatures from 856-1080 K. These estimated pressures and temperatures upon air compression are initial conditions under which a fuel must ignite (without the aid of a spark). This preignition stage at this relatively "low-temperature" range is the most crucial stage in a diesel fuel's combustion process. A chain-branching mechanism is thought to be responsible for a fuel's autoignition at these relatively low temperatures. 2, 6 Autoignition for straight-chain alkanes (>C 2 ) is a two-stage process. In the first stage, the alkane ignites at a relatively low temperature and slight luminescence may be observed; the observed luminescence is called a "cool flame". A cool flame is a flame that has not reached the adiabatic flame temperature (i.e., the temperature at which no heat loss occurs in the combustion of a fuel). 7, 8 The fuel is not completely consumed at the end of this stage, but the temperature and pressure of the system has been raised by this brief spurt of fuel ignition. This is the stage where a chain-branching mechanism is said to be responsible for the autoignition of the fuel. This stage is the focus of our dimethyl ether combustion studies.
Dimethyl ether demonstrates similar combustion kinetics to that of non-branched chain alkanes. Evidence that DME possesses a mechanism similar to alkane autoignition has been presented by Pfahl et al. (whose study best simulates diesel conditions). 9 They have shown, in their high-pressure (13-40 bar with a nearstoichiometric fuel/oxidizer ratio) shock-tube experiments, the existence of an "S"-shaped curve in an Arrhenius-like plot of inverse temperature versus ignition delay time (650 ≤ T ≤ 1300 K). This is typical of two-stage alkane oxidation, in which there is a transition from a low-temperature chain-branching mechanism to a moderate-to-high temperature non-chain-branching mechanism. The minimum in this curve where there is a dip in the ignition delay times at relatively low temperatures (650-850 K) is indicative of a chain-branching mechanism, which causes a sudden increase in the autoignition rate. We will now discuss the chemistry of low-temperature alkane autoignition.
The radical chain mechanism for alkane autoignition was originally developed by Semenov in the early 20th century. 10 Later on, Benson 11 included modifications to Semenov's original mechanisms stressing the importance of isomerization (especially hydrogen transfer). Bozzelli and Dean 12 and Wagner et al. 13 included a Lindemann-type mechanism in the kinetics model to explain experimental observations of the ethyl radical + O 2 system (typically at 298 K and pressures ≤ 1 atm). In the accepted alkane autoignition mechanism, chainbranching begins with the initiation step:
where R is a generic alkyl group with two or more carbon atoms and ⋅X is a highly reactive radical such as ⋅OH (most prevalent in atmospheric conditions) or ⋅Cl (a convenient source of radicals in an experimental setting). Other species such as O 2 and HOO⋅, though much less reactive than either ⋅OH or Cl⋅, can also initiate the reaction in eq 1, and, according to Semenov's original mechanism, may be important in nucleating a small initial concentration of rare ⋅OH radicals (which is called degenerate branching). 10 In the chain-propagation step, the R⋅ radical collides with the ambient O 2 to form a vibrationally excited ROO⋅ radical (denoted with an "*"):
The kinetics of the chain-propagation step is controlled by a Lindemann-type mechanism, which accounts for three scenarios: i) ROO⋅* can, over time, dissociate back into the reactants R⋅ and O 2
ii) ROO⋅* can be collisionally stabilized
where M is a bath gas molecule, or iii) ROO⋅* can undergo a hydrogen-transfer isomerization to form ⋅R′OOH
The resulting hydroperoxy radical, ⋅R′OOH, can then undergo a disproportionation reaction to form olefins and reactive radicals such as ⋅OH and HOO⋅. Ideally, if one ⋅OH radical is produced per R molecule, this mechanism will sustain only one chain reaction. HOO⋅ is not as efficient as ⋅OH at propagating the chain reaction and can be involved in chain-termination steps. 8, 14 The ⋅R′OOH is thought to be a long-lived intermediate (i.e., the barriers on either side of the intermediate's potential energy local minimum are relatively high). 15, 16 Thus ⋅R′OOH may linger around long enough to undergo a collision with another O 2 :
This step leads to chain-branching. After its formation, ⋅OOR′OOH can go through a hydrogen-transfer isomerization:
For chain-branching, the ideal scenario is for HOO ⋅ R′′OOH to produce two ⋅OH radicals (per R molecule):
This leads to an exponential increase in the rate and leads to the explosive combustion because the ⋅OH concentration increases exponentially rather than linearly.
As for DME, the analogous proposed chain-propagating and chain-branching mechanisms for DME lowtemperature combustion are discussed in the remainder of this section. Firstly, observations made in smogchamber experiments of Sehested et al. 17 support a Lindemann-type mechanism as described above for a general alkane (analogous to eqs 3, 4, and 5, respectively): 18 with similar pressures and a temperature range of 230 to 350 K (slightly higher than that of Sehested et al.) . Though these studies are most applicable to DME's possible reactions in the atmosphere, the confirmation of Lindemann-type kinetics is still an integral part of the DME diesel-combustion process, which occurs at much higher temperatures and pressures. Since the precursor to chain-branching, ⋅CH 2 OCH 2 OOH, is formed in chain-propagation, the Lindemann-type mechanism directly influences chainbranching kinetics (both CH 3 OCH 2 OO⋅ and ⋅CH 2 OCH 2 OOH are less stable as the temperature increases).
With temperatures more relevant to diesel combustion conditions (300-1000 K, though still at atmospheric pressure), Liu et al. 19 show in their laminar flow experiments with FTIR analysis that formic acid (HC(=O)OH) is a major product from 513 K to 713 K along with formaldehyde (CH 2 = O). Above 713 K, the formic acid and formaldehyde yields decline dramatically. The formaldehyde yield increases again at 873 K along with CO and CO 2 . This demonstrates DME's three-temperature stage combustion process: chainbranching evident by formic acid production at low temperatures, a negative temperature coefficient (NTC; i.e., a rate decrease with increasing temperature) with CH 2 O as the sole product, and a resurgence of combustion products and total removal of DME in the hightemperature regime (most likely due to a non-chainbranching mechanism). This demonstrates the two-stage autoignition transition between low-temperature chain-branching and non-chain-branching kinetics. Curran et al. 6 have compiled the most comprehensive mechanism to date for low-temperature DME chainbranching, which begins with:
Hydrogen-transfer isomerization of ⋅OOCH 2 O-CH 2 OOH then may occur:
Finally, the two ends of HO-OCH 2 O ⋅ CHO-OH can yield two ⋅OH's:
These two ⋅OH's can react with two more DME molecules to start two chain reactions, leading to an exponential increase in the rate, and on to weakly explosive combustion. The remaining ⋅OCH 2 OCHO is thought to decompose into CH 2 O and HCO 2 ⋅ or HC(O)OH and H ⋅ CO. 6 These products, however, may not be the only possibilities, and, as we will see in Part II of this study, 20 the simplified mechanism in eq 15 may be much more complex.
Further reactions take place under steady-state (nonexplosive) conditions in the intermediate temperature regime between the first ignition stage and the second, which continue to build a rich pool of radicals and peroxides for the second ignition stage. 8 At intermediate temperatures, ⋅CH 2 OCH 2 OOH decomposition via eq 12 is more competitive than the reaction in eq 13 because the stability (lifetime) of ⋅CH 2 OCH 2 OOH decreases with increased temperature, which decreases the chances of the bimolecular collision between O 2 and ⋅CH 2 OCH 2 OOH (eq 13) occurring. Since ⋅CH 2 O-CH 2 OOH decomposition via eq 12 forms only one ⋅OH, there is a decrease in the consumption of DME (negative temperature coefficient) and the reaction is steady rather than explosive. 6 The temperature continues to rise because the chain-propagation mechanism (eq 9, eq 10, and eq 12) is exothermic overall. The second stage of ignition begins when the temperature is high enough to reignite the mixture. This further ignition of the gas mixture is typically due to a non-chain-branching mechanism; 8 this mechanism is most likely due to the breaking of the HO-OH bond in hydrogen peroxide at relatively high temperatures (said to occur around 900 K at internal combustion engine pressures 8 ), which (like chain-branching) can lead to the production of two highly reactive ⋅OH radicals. 6, 8 It is important to note here that this second stage of autoignition is strongly explosive and leads to shock-waves (or "knock"), which can cause vibrational damage to engine parts. 21 Secondstage autoignition is prevented by optimizing many engine engineering controls such as engine timing and fuel-injection velocity. 5 The mechanisms for the intermediate temperatures between the two ignition stages are as follows.
Curran et al. 2, 6, 22 have done extensive kinetics modeling on DME combustion, including a comparison of their model with their own experimental variable-pressure flow reactor (VPFR) results and those of Pfahl et al. 9 , Liu et al., 19 and others. 17, 23, 24 They have confirmed the above analysis with their model. In the 530-600 K range, their model indicates that the chain-branching mechanism is dominant; the reaction promoting DME consumption in their model at these temperatures is the addition of O 2 to ⋅CH 2 OCH 2 OOH (eq 13). In their model, the rate of DME consumption increases from 530 K and peaks at 593 K. The rate then decreases in the intermediate temperature regime, 600-720 K, where there is a negative temperature coefficient; the reaction inhibiting DME consumption in their model is the chain-propagation reaction of ⋅CH 2 OCH 2 OOH decomposition into two CH 2 O and one ⋅OH radical (eq 12), which dominates DME oxidation in the intermediate temperature range. The rate of combustion rapidly increases again above 720 K. Curran et al.'s model shows a high sensitivity to the breaking of the HO-OH bond around 750 K; HO-OH bond dissociation leads to a non-chain-branching mechanism for explosive combustion. Curran et al. 2, 6 have noted that the likely sources of H 2 O 2 according to their model (via a sensitivity analysis) at intermediate temperatures are due to a combination of the following reactions:
Above 800 K, high temperature oxidation and pyrolysis start to dominate DME combustion. 2, 6, 22 Hightemperature combustion leads to the total consumption of fuel along with further burning of some of the more combustible products from the previous ignition stages (such as formic acid and formaldehyde, which readily decompose into H 2 , H 2 O, CO, and CO 2 under high temperature conditions).
In this study, Part I, we are concerned with only the chain-propagation mechanism of low-temperature dimethyl ether combustion. Chain-propagation is the step preceding chain-branching, creating the ⋅CH 2 OCH 2 OOH intermediate that can potentially combine with O 2 to begin chain-branching. Decomposition of ⋅CH 2 OCH 2 OOH into two CH 2 O and one ⋅OH competes with chain-branching and is dominant at intermediate temperatures, the transition temperature regime between the chain-branching and non-chain-branching autoignition stages of DME combustion. In all work presented here, we consider the potential energy surface of the low temperature chainpropagation mechanism proposed to be responsible, in part, for the autoignition of DME. For all relevant mechanisms, we have used spin-polarized density functional theory (UDFT) with the Becke-3-parameter LeeYang-Parr (B3LYP) hybrid functional 25 to calculate energetics for key reactants, intermediates, transition states, and products involved in the low-temperature DME chain-propagation mechanism. We assess the feasibility of possible paths by considering whether these paths are energetically accessible (i.e., exothermic) with respect to CH 3 O ⋅ CH 2 and O 2 for the chain-propagation path. In Part II of this study (to be published), the low-temperature dimethyl ether chain-branching mechanism is discussed in detail. Kinetics and dynamics implications are also discussed.
THEORETICAL METHOD
We used spin-polarized (unrestricted) density functional theory (UDFT) to calculate the total energies, optimized structures, and analytic (using coupled-perturbed Hartree-Fock (CPHF) techniques) harmonic frequencies for the reactants, intermediates, transition states (TS), and products pertinent to the low-temperature combustion model described in the introduction along with possible side-reactions. We chose the Becke-3 parameter 26 with the Lee-Yang-Parr 27,28 (B3LYP) 25 hybrid exchange-correlation functional to calculate these key species; the rationale behind using B3LYP (as opposed to other methods such as MP2 or CCSD(T)) is its good agreement with high-quality coupled-cluster singles and doubles excitations plus perturbative triple excitations (CCSD(T)) for the well-studied ethane oxidation system, which undergoes reactions similar to that of the DME oxidation system. 29 The Jaguar v4.1 ab initio suite 30 was used for these calculations. Total energies, optimized geometries, and frequencies were calculated using two basis sets: the relatively small 6-31G** basis set 31, 32 and the relatively large 6-311G** basis set. 33 The quadratic synchronous transit (QST) approach available in Jaguar was used to search for the transition states discussed in this work. All transition states found by us were genuine saddle points of order one (i.e., the harmonic frequency analysis yielded only one imaginary frequency). To verify the reactant-product connectivity of the transition state geometries found in this work, we interfaced Jaguar with an implementation of the "Damped Velocity-Verlet" (DVV) algorithm developed by Hratchian and Schlegel, 34 which allowed us to generate approximate intrinsic reaction coordinates (IRC) from our transition state structures. Hratchian and Schlegel have shown that this algorithm is especially inexpensive for generating approximate IRCs for large molecules. We first used the parameters provided by Hratchian and Schlegel in their work, but these parameters were not stringent enough for a careful descent from these transition states into their respective reactant and product minima. The parameters we used were v 0 = 0.001 bohr/fs (the constant velocity damping factor), ∆ 0 = 0.003 bohr (the error tolerance), and 0.025 fs ≤ ∆t ≤ 1.000 fs (the time-step constraint). Initial velocities at the transition state were chosen only along the reaction coordinate. The number of time-steps typically needed for descent into either the reactant or product well from the transition state was less than 2000 timesteps (chosen for all runs).
RESULTS AND DISCUSSION

Potential Energy Surface of the Propagation Path
Total energies (in hartrees), zero-point vibrational energies (ZPVE in kcal/mol), and heat capacities (in kcal/mol) at 298 K for chain-propagation and related paths are listed in Table 1 . The energies (∆E) and enthalpies (∆H) of all reactants, intermediates, transition states, and products considered in this work are listed in Table 2 (in kcal/mol). The "p" label before the transition state labels stands for "propagating", to signify whether the transition state is involved in (or competing with) chain-propagation. This label is used to distinguish between the transition state labelling of chain-propagation and chain-branching; in Part II of this study, "b" will be used to denote the "branching" transition states. 20 Figure 1 displays the 298 K enthalpies of key reactants, intermediates, transition states, and products along the chainpropagation path. All geometries in the ball-and-stick figures (Figs. 2,3,4 ,5,6, and 9) have bond lengths (in Å) and angles (in degrees) at the UB3LYP/6-311G** level of theory. The color key for the ball-and-stick figures is: white balls are hydrogens, light-gray balls are carbons, and dark-gray balls are oxygens. We begin our discussion with the addition of O 2 to CH 3 
The addition of O 2 to CH 3 O ⋅ CH 2 to form CH 3 OCH 2 OO⋅ is "barrierless", that is, we cannot find a transition state by the standard methods available to us in electronic structure theory. However, a small barrier may exist, but it may be a free-energy barrier, rather than a standard potential energy saddle-point barrier, and is most likely temperature dependent. Rate coefficients, in this case, can be calculated using variational transition state theory (VTST). Klippenstein and coworkers applied VTST to the addition of O 2 to ethyl radical (an analogous system) to estimate rate coefficients for addition. 35 On addition of O 2 to CH 3 O ⋅ CH 2 , the CH 3 OCH 2 OO⋅ intermediate forms a deep "well" (minimum) on the potential energy surface. Since the C-O-C-O-O backbone of this radical is linked with single-bonds, facile rotations along these bonds will occur and a few minimum-energy conformations (differing by no more than a few kcal/mol) exist for this radical. Two minima have been found for this intermediate. One minimum has a "chair-like" conformation (see Fig. 2a ) and the other has a "helical" conformation (see Fig. 2b ). The "chairlike" conformation is slightly lower in energy (∆H 298 (6-311G**) = -29.3 kcal/mol) than the "helical" conformation (∆H 298 (6-311G**) = -28.7 kcal/mol). Recent complete basis set (CBS-q) 36 calculations performed by Yamada et al. 37 39 (B3LYP) and Rienstra-Kiracofe et al. (CCSD(T) ). 29 According to eq 12, CH 3 OCH 2 OO⋅ can undergo a hydrogen transfer from the methyl carbon to the terminal oxygen to form ⋅CH 2 OCH 2 OOH. This latter radical, like CH 3 OCH 2 OO⋅, is another intermediate that forms a well on the potential energy surface, but this well is only roughly half the depth of that for CH 3 OCH 2 OO⋅, rendering this H-transfer reaction endothermic (Fig. 1) . ⋅CH 2 OCH 2 OOH has "chair-like" and "helical" conformations analogous to those for CH 3 OCH 2 OO⋅; however, the O-OH bond in the former allows for more than one C p dT, where C p is the heat capacity at constant pressure and T is the temperature. minimum, as rotation about the O-O bond is hindered. Again, a "chair" conformer ( Fig. 3a) is slightly lower in energy than the helical conformer (Fig. 3b) . The enthalpy for the helical conformer is ∆H 298 (6-311G**) = -14.6 kcal/mol. The lowest energy "chair" conformer has the transferred H atom in the inner region of the radical (syn-"chair"), with an enthalpy of ∆H 298 (6-311G**) = -16.6 kcal/mol. The highest energy conformer is like the previous "chair"conformer but the H is outside of the inner region of the radical (anti-"chair"; see Fig. 3c ), with an enthalpy of ∆H 298 (6-311G**) = -14.2 kcal/mol. Yamada et al. 37 calculated at the CBS-q level of theory, ∆H 298 = -26.6 kcal/mol for ⋅CH 2 OCH 2 OOH; our prediction for ∆H 298 is considerably higher (by about 12 kcal/mol).
We found only one transition state for the H-transfer isomerization of CH 3 OCH 2 OO⋅ into ⋅CH 2 OCH 2 OOH, which we shall denote as p-TS1 (see Fig. 4 2 ; the activation energy (at 298 K) for the 6-311G** basis set is 25.0 kcal/mol from the lowest-energy, "chair-like" CH 3 OCH 2 OO⋅ conformer. Yamada et al. 37 calculated at the CBS-q level a ∆H 298 = -16.3 kcal/mol, which corresponds to an activation energy of 17.7 kcal/mol from the CH 3 OCH 2 OO⋅ complex; thus their barrier (with respect to the lowest energy ⋅CH 2 OCH 2 OOH conformation) is about 7.6-7.8 kcal/mol lower than our calculated barrier (Fig. 1) . This directly correlates with the greater stability of their ⋅CH 2 OCH 2 OOH intermediate compared to ours.
Dissociation of ⋅CH 2 OCH 2 OOH into two formaldehyde molecules and one ⋅OH completes the propagation path. According to the calculation of Yamada et al., 37 the transition state (which we denote as p-TS2) involves first a scission of the ⋅CH 2 O-CH 2 OOH bond (see Fig. 5a ). The resulting ⋅CH 2 OOH is not stable and readily dissociates (with no barrier) into one formaldehyde and one hydroxy radical. Yamada et al. 37 calculated p-TS2 to be -1.9 kcal/mol with respect to CH 3 O ⋅ CH 2 + O 2 , which means that their activation energy from ⋅CH 2 OCH 2 OOH is 24.7 kcal/mol. We calculated H ‡ 298 (6-311G**) = 5.0 kcal/mol for p-TS2 (qualitatively similar geometry to Yamada et al., but reoptimized at the UB3LYP level of theory) with respect to CH 3 O ⋅ CH 2 + O 2 , which gives us an activation energy of 21.6 kcal/mol (with the 6-311G** basis set). Yamada et al. 37 had to reduce their CBS-q activation energy for p-TS2 by 3.3 kcal/mol in order to get better agreement with the experimental data of Sehested et al. 17 Interestingly, we found a second transition state similar to p-TS2 (which we will call p-TS2′; see Fig. 5b) . The difference between p-TS2 and p-TS2′ is in the rotation of the OH group along the O-O bond of ⋅CH 2 OCH 2 OOH: p-TS2 has the H turned in ("syn") and p-TS2′ has the H turned out ("anti"). p-TS2′ is slightly higher in energy than p-TS2, possibly due to attraction of the hydrogen to the radical center in p-TS2.
In addition to p-TS2′, we discovered a third transition state that leads to two formaldehyde molecules and ⋅OH, where the mechanism by which it forms these products is different from the mechanism of p-TS2 and p-TS2′. In the transition state (denoted p-TS2′′), the O-O bond in ⋅CH 2 OCH 2 OOH breaks first, forming CH 2 OCH 2 O and ⋅OH; the resulting CH 2 OCH 2 O complex is unstable and readily dissociates into two formaldehyde molecules (see Fig. 5c ). p-TS2′′ has an activation enthalpy of ∆H ‡ 298 (6-311G**) = -4.7 kcal/mol. The activation energies from helical ⋅CH 2 OCH 2 OOH (since p-TS2′′ is connected to this conformer) with the 6-311G** basis set is 11.9 kcal/mol. This is roughly half the barrier height of p-TS2 and p-TS2′ calculated by us and by Yamada et al. 37 In fact, it makes considerable sense that the barrier to break an O-O bond should be weaker than one to break a C-O bond: lone pair-lone pair repulsion between the oxygens weakens the O-O bond relative to the C-O bond, which should in turn result in a lower barrier. Therefore, we propose that the formation of formaldehyde from ⋅CH 2 OCH 2 OOH occurs via O-O cleavage to form ⋅OH first, followed by prompt dissociation of the formaldehyde dimer.
The discovery of this new transition state does call into question the engineering propensity of "adjusting" quantum chemistry calculations to fit experimental data, rather than delving a bit further into other possible mechanisms for going from point A to point B on a potential energy surface. The CBS-q and other variants (although very popular methods for calculating thermochemistry) must be used with care; one must be critical of any results inferred from these methods (as with the method used in the current study). It is known that CBS-q (and variants) have "special problems" with (population) localization in molecules having multiple lone pairs on the same atom, spin contamination, and molecules with symmetry. 36 Thus the CBS-q method may be expected to have particular problems with peroxy radicals, where two of the three features mentioned above are present.
One last point to emphasize is the importance of creating the ⋅CH 2 OCH 2 OOH radical along the chainpropagation path in DME oxidation. By contrast, the analogous H-transfer isomerization in ethane oxidation has a barrier to reaction that is about 7-10 kcal/mol higher than the ethyl + O 2 reactants, 29, 39 which renders this isomerization path unfavorable. The higher barrier to isomerization is due to the higher ring strain of that transition state, which has a five-membered ring opposed to the six-membered ring of p-TS1 here. To compound the unfavorability of this path for ethane oxidation, a second transition state leading directly to ethylene and HOO⋅ production (a concerted H-transfer plus C-O bond scission path) has a much more favorable barrier, which is about 3-4 kcal/mol below that of ethyl and O 2 . With this bypass route, it is unlikely that ⋅O 2 CH 2 CH 2 OOH is ever produced (in any significant quantity), which is a crucial intermediate needed in chain-branching. The difference in energetics between DME and ethane oxidation, which allows H-transfer isomerization to compete in the case of DME and allows the subsequent ⋅ROOH intermediate to live long enough to react with O 2 , is likely one reason why DME much more readily compression-ignites compared to ethane.
Competitors to the Propagation Path
Decomposition of Methoxymethyl Radical
Rather than combine with an O 2 molecule, CH 3 O ⋅ CH 2 may dissociate into methyl radical and formaldehyde. The barrier to CH 3 O ⋅ CH 2 decomposition, according to Yamada et al., 37 is ∆H 298 = 25.7 kcal/mol. Our activation energy (E a ) agrees fairly well (within a few kcal/mol) with the CBS-q prediction for this barrier (E a (6-311G**) = 22.4 kcal/mol at 298 K). The geometry for CH 3 O ⋅ CH 2 and the transition state for CH 3 O ⋅ CH 2 decomposition (denoted as p-TS3) are illustrated in Fig. 6a,b . With such a high barrier to dissociation, it is doubtful that CH 3 O ⋅ CH 2 decomposition is competitive with chainpropagation. Methoxymethyl radical's lifetime has been estimated to be about 4.9 days in the atmosphere (~298 K). 17 This is too long to be significant for an ignition process that takes only milliseconds. CH 3 O ⋅ CH 2 decomposition, however, may become competitive in the high-temperature oxidation/pyrolysis of DME (>1000 K), where the thermal energy is available. Figure 7 displays the pathway for CH 3 O ⋅ CH 2 decomposition, with particular emphasis on how the orbitals evolve along the pathway. On the left-hand side, we see the minimum energy structure of methoxymethyl radical, which has almost C s symmetry with the hydrogen atom almost in a C s mirror plane of the radical. The carbon atom with the radical electron has slight trigonal pyramidal coordination with the two hydrogen atoms and the oxygen atom connected to it. The p-orbital containing the radical electron is almost lined up with the oxygen orbital perpendicular to the pseudo-C s mirror plane, which contains a lone pair of electrons. This effectively leads to a three-electron π-bond (reminiscent of the three-electron π x and π y bonds of O 2 in the generalized valence-bond (GVB) picture [40] [41] [42] ). This explains why the C-O bond of the CH 2 O moiety is shorter (1.356 Å) than the C-O bond connected to the methyl group (1.422 Å) (see Fig. 6a ). Dissociation involves the lengthening of the H 3 C-OCH 2 bond. Examination of the highest energy singly-occupied orbital reveals incipient excited state 3 A 2 or 1 A 2 character, rather than groundstate 1 A 1 character, in the CH 2 O moiety of the methoxymethyl radical as it undergoes dissociation (see lefthand side of Fig. 7 ). As this bond lengthens, we find that the minimum energy path involves the CH 2 O moiety rotating about the H 2 C-O bond (see the transition state in Fig. 7 ). This allows ground state formaldehyde to be formed (right-hand side of Fig. 7) , which requires the pairing of the two π-electrons in p-orbitals that are parallel to each other to attain the closed-shell 1 A 1 state. In particular, the electron uncoupled from H 3 C-O bond scission, located on the oxygen atom, is in an orbital perpendicular to the orbital with the radical electron (lower left of Fig. 7) . Thus, the CH 2 O moiety must rotate to couple the decoupled electron on oxygen and the radical electron on carbon. To whatever extent this rotation does not occur, excited states of formaldehyde may form during pyrolysis of CH 3 O ⋅ CH 2 . The branching ratio between excited and ground state formaldehyde will depend on the timescales for bond scission versus torsional motion: if bond scission is prompt, excited states may dominate. An analysis of the highest molecular orbital in the decomposition of ⋅CH 2 OCH 2 OOH reveals a CH 2 O moiety similar to that of CH 3 O ⋅ CH 2 at the carbon radical center of ⋅CH 2 OCH 2 OOH. Thus we suggest that ⋅CH 2 OCH 2 OOH decomposition may also lead to the formation of electronically excited formaldehyde molecules in a cool flame.
Experimental evidence for a competition between formation of excited and ground state formaldehyde dates back to the early part of the last century. It was established in the early 1900s that the luminosity of cool flames in the combustion of diethyl ether, many aldehydes, and many alkanes is due to excited formaldehyde molecules. 7, 43 The chemiluminescence results from the vibronic decay of excited CH 2 O molecules to the ground electronic state. This cool flame phenomenon occurs at relatively low temperatures; therefore, excited formaldehyde molecules from CH 3 O ⋅ CH 2 decomposition cannot be the sole contributors to luminosity for high temperature (adiabatic) flames; other excited species can contribute to the luminosity of a flame at high temperatures (such as C 2 , CH, and OH). 43 In more recent experimental literature, Maricq et al. 18 have noted in their real-time photolysis experiments that the rate of CH 2 O appearance is slower than the rate derived from product ratios in the indirect (i.e., kinetics determined by product ratios) smog chamber experiments of Sehested et al. 17 They attributed this to a vibrational excitation of the carbonyl stretching mode of CH 2 O, 
Production of 1,3-dioxetane and ⋅OH
⋅CH 2 OCH 2 OOH may also rearrange and dissociate to form 1,3-dioxetane and ⋅OH (see Fig. 8 ). The transition state leading to 1,3-dioxetane and ⋅OH production (denoted as p-TS4) has an activation enthalpy of ∆H ‡ 298 (6-311G**) = 7.4 kcal/mol with respect to CH 3 O ⋅ CH 2 and O 2 . p-TS4 is shown in Fig. 9a . p-TS4 has ∆H ‡ 298 = 4.6 kcal/mol according to Yamada et al., 37 which is a few kcal/mol lower than our results, but this difference is smaller than the differences seen in the cases of p-TS1 and p-TS2.
Given that we found a new transition state (discussed earlier) leading to two formaldehydes and an ⋅OH that is 4-5 kcal/mol below that of CH 3 O ⋅ CH 2 radical and O 2 , we conclude that this path leading to 1,3-dioxetane and ⋅OH is unlikely to occur at relatively low temperatures.
Production of ethylene oxide and HOO⋅
Another possible path that ⋅CH 2 OCH 2 OOH could follow in rearranging or dissociating is to form ethylene oxide and ⋅OOH (see Fig. 10 ). The transition state (denoted as p-TS5) from ⋅CH 2 OCH 2 OOH to ethylene oxide and HOO⋅ has an activation enthalpy ∆H ‡ 298 (6-311G**) = 36.7 kcal/mol with respect to CH 3 O ⋅ CH 2 and O 2 . This transition state is shown in Fig. 9b . p-TS5 is more than 10 kcal/mol higher than p-TS3 and about 29 kcal/mol higher than p-TS4. Therefore, this path is the least favorable path for CH 3 O ⋅ CH 2 to follow.
CONCLUSIONS
Here we have considered a complex oxidation mechanism for the autoignition of dimethyl ether (DME) at relatively low temperatures (600-1000 K). A mechanism analogous to alkane autoignition has been suggested for DME low-temperature oxidation. This mechanism follows a chain-branching mechanism comprised of three main steps: (1) chain-initiation, followed by (2) chainpropagation, followed by (3) chain-branching. The Lindemann-type reaction in the chain-propagation step is responsible for the shift from low-temperature oxidation (where chain-branching leads to explosive combustion) to high-temperature oxidation (in which a non-chainbranching mechanism, such as the cleavage of HO-OH, drives explosive combustion).
We have shown that chain-propagation in dimethyl ether is feasible because all transition state barriers are below the CH 3 O ⋅ CH 2 radical and O 2 reactants. In particular, the activation enthalpy to form this newly discovered transition state, p-TS2′′ (Fig. 5c) , is more consistent with the previous smog-chamber and flash photolysis studies 17, 18 than previous CBS-q calculations conducted by Yamada et al. 37 For decomposition of ⋅CH 2 OCH 2 OOH into two CH 2 O and one ⋅OH, we find cleavage of the O-O bond first followed by prompt dissociation of formaldehyde dimer is favored (via p-TS2′′), rather than cleavage of the the C-O bond first. O-O bond cleavage is more favorable because lone pair-lone pair repulsion between the oxygens weakens the O-O bond relative to the C-O bond, which in turn renders p-TS2′′ lower than p-TS2 and p-TS2′ (the latter two involve C-O cleavage first). We have also found that the ⋅CH 2 OCH 2 OOH intermediate sits in a potential energy well that is half the depth of the its precursor, CH 3 OCH 2 OO⋅. p-TS1 (Fig. 4) and p-TS2′′ (Fig. 5c ) are of comparable height, which indicates that both forward and reverse reactions from ⋅CH 2 OCH 2 OOH are possible (however, the more entropic reaction toward dissociation into formaldehyde and ⋅OH is more favorable than the tight isomerization transition state, p-TS1).
In addition to the chain-propagation path, we considered three competing paths: decomposition of CH 3 O ⋅ CH 2 to CH 2 O and ⋅CH 3 ; decomposition of ⋅CH 2 OCH 2 OOH to 1,3-dioxetane and ⋅OH; and decomposition of ⋅CH 2 OCH 2 OOH to ethylene oxide and HOO⋅. We showed that the reaction barriers in all three of these cases are much higher in energy than the reactants, CH 3 O ⋅ CH 2 + O 2 , and, therefore, are unlikely paths in low-temperature DME oxidation.
In CH 3 O ⋅ CH 2 decomposition, we observed that the On the other hand, slow cleavage of the H 3 C-OCH 2 bond will likely lead to ground state formaldehyde formation as the molecule has time to rotate about the C-O bond. ⋅CH 2 OCH 2 OOH, which forms two formaldehyde molecules, can also undergo a similar process. Luminosity in cool flames and other recent measurements are consistent with the presence of excited formaldehyde.
The fact that production of ⋅CH 2 OCH 2 OOH is favorable in chain-propagation is extremely important for understanding the difference in combustion behavior between DME and ethane. Low-temperature oxidation of ethane favors a concerted elimination of ethylene and HOO⋅, which is a direct mechanism in the "propagation" step that bypasses the production of an analogous ⋅ROOH (⋅CH 2 CH 2 OOH). The transition state to ⋅CH 2 CH 2 OOH production in the case of ethane is 7-10 kcal/mol above the ethyl radical and O 2 reactants due to the strain of a five-membered ring transition state for Htransfer isomerization. In contrast, the analogous transition state in DME oxidation, p-TS1, is a six-membered ring with less strain. The facile production of the ⋅CH 2 OCH 2 OOH intermediate with some stability in the chain-propagation step of DME autoignition is important because ⋅CH 2 OCH 2 OOH and O 2 are the precursors needed for chain-branching, which provides a rich pool of highly reactive ⋅OH radicals for explosive combustion. In the case of ethane, the chain-branching step cannot readily occur, rendering it incapable of compression ignition. This therefore provides a means to understand the special nature of DME as an alternative diesel fuel: production of this key intermediate allows chainbranching and explosive combustion required for compression ignition.
